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Tm preceding papers ( I ,  3) of this series have de- 
scribed some ideas concerning the nature of chemical 
combination from which i t  has been possible to evaluate 
the electronegativities of atoms alone or combined, of 
molecules, and of simple and complex ions. From 
these values the charges on the individual atoms in any 
combination can be estimated.' Information on the 
electronegativities and charge distribution, even 
though somewhat speculative, can be extremely useful. 
The purpose of this paper is to illustrate some of the 
practical applications of such information to interpret- 
ing the facts of inorganic chemistry. - 
CHEMICAL VARIATIONS IN THE PERIODIC TABLE 

Electronegativities and Electronic Configurations. 
Ideally, it would be very useful to  be able to group the 
elements according to  electronic configurations and 
also physical and chemical properties, in such a manner 
that uniform transitions or relationships were shown. 
Unfortunately, however, transitions in properties are 
not as uniform as could he wished, and the periodic 
table gives an impression of system and orderliness 
which is somewhat illusory. 

Consider, for example, the so-called major groups of 
elements. Electronically, the only groups of closely 
similar elements are the inert elements, the alkali 
metals, and the alkaline earth elements including 
beryllium and magnesium. The inert elements have 
in common very stable outermost shells with 8 elec- 
trons, except for helium. The alkali metals have in 
common the inert element structure plus one electron in 
the next principal quantum shell. The alkaline earth 
metals have in common the inert element structure 
plus two electrons in the next principal quantum shell. 
Even in these, the chemistry of the first member of 
each group, whose ion has an outermost shell of two 
instead of eieht. is notahlv different from that of the 

theunderlying structures are both of inert element type. 
On the other hand, the grouping of gallium with 
aluminum is no more logical, from an electronic 1' 7~en= 
point, than the grouping of copper with sodium or 
zinc with magnesium. Although the valence electrons 
of these pairs of elements are of similar type the under- 
lying shells are very different. In the generally 
accepted grouping of elements according to  greatest 
similarity, then, the electron transition from Group I11 
on, from A1 to Ga, from Si to Ge, from P to As, from S 
to Se, and from Cl toBr, is from an 8-shell to an 18-shell 
tvpe of atom. - - 

I t  is customarily considered that the properties of 
theelements in a major group change, not necessarily 
uniformly, but fairly consistently, with increasing 
atomic number, weight, and size, and that a funda- 
mental change is toward decreasing electronegativity. 
As has been recently pointed out, however, the electro- 
negativity as measured by stability- ratios actually 
alternates with increasing atomic number within a 
major group, and in particu1ar;the transition from an 
8-shell to an 18-shell type of atom results in an increase 
in electronegativity. In  the filling of the outer shell 
from copper to bromine, the 18-shell atoms become 
increasingly like 8-shell atoms. Therefore this increase 
in electronegativity is greatest between sodium and 
copper and diminishes from left to right across the 
periodic table, disappearing in the halogens. 

Explanations of Chemical "Anomalies." It has 
recently been demonstrated (3) that many chemical 
fact.s which have always appeared anomalous in the 
light of previously accepted ideas of decreasing elec- 
tronegativity within a major group may he explained 
a t  least partially by the help of the new electronega- 
tivity values and concepts. Reference is made to the 
original paper on this subject for details, some of which 
will be mentioned briefly here, with a few additional 

following me;hb&s. All t<e other "major groups" have data. 
more profound changes in electronic configuration, The alternating trends of electronegativity of the 
however, and are more arbitrarily selected. In  Group &ments are depicted in Figure 1. When these trends 
111, for examole, the chanw from aluminum to are recognized, it becomes easier to  understand why, 
-- -A , - 

scahdium is not the same as from sodium to potassium for example, the oxide of aluminum has a much higher 
or magnesium to calcium, because the valence electrons heat of formation than the oxides of either boron or 
of scandium differ from those of aluminum, even though gallium, or why the chemistry of germanium resembles 

that of carbon more closely than the chemistry of silicon 
AU charges in this paper are based on assumed 90 per cent does, or why arsenic, in contrast to both phosphorus 

polarity of NaF. In some respects, 75 per cent m y  be prefer- and antimony, forms no pentachloride. I n  the latter 
able. This would have no effect on interpretations or conolu- compounds, for example, the partial charge on chlorine 
sions, but would alter all numerical charge values by a factor of 
0.83. SR values of anions would be a. little lower and of oations be -0.08 in PC16 and SbC16, neither 
a little higher. which is very stable, but only -0.05 in AsC1,not a 
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large difference but significant of the even lower 
stability expected of AsClb. The low degree of satis- 
faction gained by the chlorine in PCls and SbCls more- 
over, is in accord with their properties of thermal in- 
stability and activity as chlorinating agents. 

It is interesting to note the alternations in the 
properties of the trichlorides of the Group V-A elements, 
as given in Table 1. These are of the type observed by 
Hildebrand (4) many years ago, and are readily com- 
patible with the elertronegativity and partial charge 
values. 

NONPOLAR BONDS 

There are really very few bonds which are entirely 
nonpolar, except those between atoms of the same 
element in the free state. However, electronegativity 
values permit the recognition of a number of com- 
pounds in which the polarity is only very slight. About 
such compounds, the observation has been made (5) 
that their thermal stability appears to diminish with 
increasing radius difference between the combined 
atoms. 

quantum number of the valence shell. Thus the heat 
of atomization of gaseous Liz is 26.54 kg.-cal./mol and 
only 10.66 kg.-cal./mol for Cs2: values for Ch and Is 
are 58.02 and 36.09. There is also some indication 
that highly polar bonds may be weaker between atoms 
differing widely in radius. Thus CsH, in which the 

TABLE 1 
Alternations in Group V-A Trichlorides 

Corn- Hf" (g.), kg.-cal. Au. bond energy, 
mund SR 6CI Imol kg.-eal.lmol 

bond is 69 per cent ionic according to these methods, is 
less stable than LiH, in which the bond is 59 per cent 
ionic. 

ADJACENT POSITIVE CHARGES 
For example, the covalent hydrides of least polarity The concept of equalized electronegativity within a in order of increasing radius difference, are CH4, PHs, molecule permits the recognition Of ;covalent bonds GeH4, HI, H2Te, SbHa, BiHs, PbH., and HgH2. Data between atoms which both bear positive charges. In are for a comparisonl but this general it seems reasonable to expect that the higher the list appears to represent also the approximate order partial positive charge on an atom, the less available of decreasing thermal stability. Methane is stable to its remaining electrons would he for bond formation. about 800°C., and germane only to about 285', at 

which temDerature hvdroeen iodide is about 17 Der 

I 
cent dissdciated. ~ydrdgen  telluride decomposes 
slowly a t  ordinary temperatures. Stibine is much less 
stable than phosphine, and bismuthine still less. 
Plumbane decomposes a t  0" and mercuric hydride 
evidently does not exist above -80". 

Another interesting example is the iodides of sulfur, 
selenium, and tellurium, which would be expected all 
to be nearjy nonpolar. The iodine atom (atomic 
radius 1.33 A.) resembles the tellurium atom in size but 
is considerably larger than the selenium atom (1.16 A,) 
and the sulfur atom (1.02 i.) Telluriumiodide appears 
to be the only compound of this group stable enough 
to be isolated, and sulfur iodides are unknown. 

Except the fluoride, the nitrogen halides are notori- 
ously unstable, but the least stable appears to be the 
bromide. This irregularity may be correlated with the 
fact that the bonds are nonpolar in the bromide but 
strengthened by some polarity in both chloride and 
iodide. The partial charge on nitrogen is only about 
0.01 in the bromide but -0.13 in the iodide and 0.09 in 
the chloride. The radius of bro?ine, 1.14 i., is much 
larger than that of nitrogen, 0.75 A. The same general 
principle appears applicable to the relative instability 
of carbon tetraiodide and the nonexistence of carbon 
ditelluride, both iodine and tellurium being similar to 
carbon in electronegativity but having much larger 
atoms. 

I t  should be noted that even between atoms identical 
in radius, nonpolar covalent bonds are weaker with 
increasing radius, corresponding to increasing principal 

In particular, it is observed that there are many com- 
pounds in which the existence of adjacent positive 
charges appears to be related to weakness of the bond 
and corresponding thermal instability. There are also 
nonexistent compounds which may be considered too 
unstable to be formed because they would involve bonds 
between atoms of appreciable partial positive charge. 
There are also a few notable exceptions, in which other 
factors appear to compensate'for the expected weaken- 
ing of a bond between two positively charged atoms. 
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Silanes and Silicones. Compounds of silicon with The SR of a methyl silicoue polymer is 3.62. The Si-0 
hydrogen differ greatly from compounds of carbon with chain is thus one of alternating polarity and the Si-C 
hydrogen in that silicon-hydrogen bonds are much bonds are nonpolar bonds between carbon of -0.05 
more polar, and in the reverse direction, than carbon- charge and silicon of 0.34 charge. 
hydrogen bonds. In a molecule of formula (CH,),, Oxyhalides. The nonexistence of compounds which 
the partial charges would be -0.05 on carbon and might by ordinary standards be expected to be fairly 
0.025 on hydrogen. In  a molecule of formula (SiH,),, stable can frequently be explained on the basis of 
the partial charges would be Si, 0.20, and H, -0.10. adjacent positive charges. The thionyl and sulfuryl 
These values are consistent with the observed facts that halides illustrate this. Thus in SOCL the charges on 
carbon-carbon chains of indefinite length are possible S and C1 are 0.19 and -0.04. In  SOBr2, which de- 
in hydrocarbons but evidently not in hydrosilicons, composes below its boiling point, both S and Br are 
which are not known beyond Si6. Furthermore, positive, the charges being 0.13 and 0.01. In  SOIS, 
branched-chain silicon hydrides are not known; if which is unknown, the charges on S and I would he 

0.03 and 0.11. Similarly, in SO2C1,, the charges on S 
and C1 are 0.21 and -0.02, but in S02Br2, which is un- 
known, the charges on S and Br would be 0.17 and 0.05. 

TABLE 2 In the hypothetical SOIL, the charge on S would be 
Charges On Combined in Hydrogen 0.08 and on I, 0.16. Another example is POIB, where Compounds 

the charge on P would be 0.20 and on I would be 0.04. 
CH8BF, 0.39 0.05 -0.42 This compound is not known. [BHCLI H 0 . 1 2  B 0 . 3 8  C I - 0 . 2 5  
C.H40nBH H 0.08 B 0.33 C 0.00 0 --0:35 Disproportionation. Similar explanations apply to 
[BHnFI H 0.07 B 0.32 F -0.47 numerous compounds which although moderately 
(CHaO)*BH H 0.06 B 0.31 C -0.01 0 L0:37 
(CsH,OXBH 0,05 0,30 -0,03 -0,38 stable, tend to disproportionate readily. For example, 
(CI-I,),BF H 0.04 B 0 .20  C -0.03 F -0.49 H3P03 readily forms pH3 and H3P04. AS indicated by 
[BILOH] H 0 . 0 3  B 0.28 0 -0.30 
[BH2CI] H 0.03 B 0 .28  CI -0.33 the fact that HPO8 is only a dibasic acid, one hydrogen 
CsHaBHz H 0.01 B 0 2 6  C -0.06 atom is believed to be attached directly to the phos- 
Ga(CH2), H 0.01 G a o l 2  C -0.06 phorus. The charges on these atoms are, for H, 0.18, 
B(CH& H 0 . 0 0  B 0.24 C -0.08 
AI(CzN7)s R 0 . 0 0  A1 0 . 6 5  C -0.07 and for P, 0.25, which mould contribute to the in- 
[BH,Br] H 0.00 B 0.24 BI. -0.26 stability and promote the disproportionation to 
[B2HIF] H 0.00 B 0 .24  F - 0 5 3  molecules not having adjacent, positively charged 
AI3(CeH5)~ H -0.01 A1 0 .64  C -0.08 
[B2H60H] H -0.01 B 0 .23  0 -0.43 atoms. 
(CHa),B2H2 H -0.01 B 0.23 C -0.08 Mixed halides, notably those of phosphorus, tend to 
B2HsCI H -0.02 B 0.22 C1 -0.37 
B&N H -0.02 B 0 .22  PIT -0.27 

disproportionate to give the simple halides. This re- 
Ga& H -0.03 Gao.10 action may well be promoted by the presence of 
AI,(CH.). H -0.03 A1 0.60 C --0.11 adjacent positive charged atoms in the mixed halides. 
BzHe H -0.06 B 0 . 1 8  . . . 
BsHp H -0.00 B 0.16 . . . For example, in PF3ClP the charges on P and C1 are 
( A W ,  H - 0 1 5  Al 0.45 . . . 0.51 and 0.02. This compound accordingly not only 

disproportionates to form PC15 and PF5, but also reacts 
with metals as a rhlorinating agent rather than a 
fluorinating agent. The chlorine atoms ere less stable 

silicon hydrides having two other silicon atoms attached than in the elementary state, whereas the fluorine 
to the same silicon are of limited thermal stability, it is atoms are reduced already to a charge of -0.18, so 
not surprising that three other silicons attached to the that their bonds with the phosphorus ere less readily 
same silicon would make the molecule even less stable. broken. 
Also, no silicon analogues of the olefins are known; if Exceptions. When atoms having partial charge can 
electrous are contributed reluctantly to form a single approach closely within the same molecule even though 
bond between two silicon atoms in a hydride, it is not there is no direct bond between them, electrostatic 
surprising that electrons would not be available to form forces can he exerted between them. Under some 
a stable double bond. There is no reason to expect circumstances this may compensate, at least partly, for 
that silicon-silicon bonds are inherently unstable; the the instability resulting from adjacent positive charges. 
instability in the hydrides seems to result from the The stable fluorocarbons appear to be an outstanding 
relatively high partial positive charges on the silicon example (7). In  a molecule of the formula (CF2),, the 
atoms produced by the hydrogen atoms. partial charges on C and F are 0.36 and -0.18. Here 

A similar situation prevails in the completely methyl- the electrostatic attraction between carbon, and fluorine 
ated derivatives, where also the adjacent silicon atoms on adjacent carbon, appears more than adequate to 
possess positive charge and long chains are thermally compensate for the loss in stability associated with the 
unstable (6). I t  is of interest to compare the very adjacent positive charges on carbon atoms. This 
stable silicones. Here the alternating Si and 0 atoms effect may be greatest when, as in the fluorocarbons, the 
are connected by bonds which are definitely polar, but oppositely charged atoms are very nearly of the same 
here there are no adjacent atoms of positive charge. size. 
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Similarly, in any part of a molecule such as 

if A and B are both positive and Cis  negative, and if A 
and C can come close together, the electrostatic attrac- 
tion between A and C would he expected to  help 
stabilize the molecule, counteracting the effect of a 
weakened bond between A and B. 

ELECTRON-DEFICIENT COMPOUNDS AND 
DERIVATIVES 

One of the most interesting applications of these ideas 
of electronegativity and charge distribution is to the 
intriguing problem of "electron-deficient" bonding, as 
illustrated by dihorane, BaHs. I t  is now fairly generally 
accepted that two BHa groups are held together by a 
"hydrogen bridge," but the exact nature of this bridge 
has not been established. A study (8,9) of the charges 
on the atoms of such compounds has disclosed that 
wherever such a bridge is believed to occur, the partial 
charge on hydrogen is negative. When the charge on 
hydrogen is zero or positive, dimerization does not seem 
to occur. These observations include not only com- 
pounds such as diborane but a!so alkyl compounds 
such as boron and aluminum trimethyls, in which the 
bridging, when it occurs, may be similar. 

Charge distribution data for a number of real and 
hypothetical compounds are given in Table 2. From 
these data and their implication as to the nature of the 
hydrogen bridge, it becomes understandable that 
B(CH& and Ga(CH,),, for example, are monomeric 
and resist hydrolysis, while Al,(CH& is a dimer and 
hydrolyzes extremely easily. The reason for the failure 
of RH(OCH& to dimerize despite the presence of the 
necessary hydrogen atom and vacant orbital also seems 
clear. Further, numerous predictions are possible. 
For example, fluorodiborane is as yet unknown. The 
data of Table 2 suggest that it would be quite unstable 
if it could exist a t  all. Even the BFHz group, in ~vhich 
both H and B are appreciably positive, would be ex- 
pected to dis~rouortionate readilv to form BF3 and - .  
B ~ H ~ .  

Too little is known about both hydrogen bonding 
and hydrogen bridge bonding to judge the significance 
of a direct comparison, but the similarity is interesting. 
A hydrogen bond appears to be a hond formed between 
a combined hydrogen atom bearing a partial positive 
charge and an atom with a partial negative charge which 
has available an orbital containing two unshared elec- 
trons. A hydrogen bridge bond appears to be a bond 
formed between a combined hydrogen atom bearing a 
partial negative charge and an atom with a partial 
positive charge which has available an orbital contain- 
ing no electrons. 

ACIDS, BASES AND RELATED PROBLEMS 

The general subject of acids and bases and of elec- 
tron donor-acceptor interaction is so broad in scope and 
so complex that it is difficult to establish clear-cut sub- 

divisions even for purposes of discussion. Certain use- 
ful generalizations may be drawn, however, from a 
study of electronegativities and charge distribution 
within molecnles. These are: 

(1) The higher the electronegativity of a molecule, 
the greater the tendency to act as oxidizing agent or 
acid, and the less the tendency to act as electron donor. 

(2) The lower the electronegativity of a molecule, the 
greater the tendency to act as reducing agent or base, 
and the less the tendency to act as electron acceptor. 

(3) The greater the partial positive charge on an 
atom, the less available are its valence electrons either 
for ordinary covalent bond formation or for coordinate 
bond formation. 

(4) The greater the partial negative charge on an 
atom, the more available are its valence electrons for 
hond formation, and, especially, the more readily the 
atom can act as electron donor. 

(5) The complete equalization of electronegativities 
through a coordinate hond does not appear to be 
possible when the donor molecule is initially more elec- 
tronegative than the acceptor. 

Some applications of these generalizations are non- 
discussed. 

Nitrogen and Phosphorus as Electron Donors. From 
the fact that phosphoms is less electronegative than 
nitrogen, it might be expected to be a better electron 
donor. For example, the electronegativity of phos- 
phine is 3.50 compared to 3.76 for ammonia. However 
the partial charge on P in phosphine is slightly positive, 
0.05, whereas in ammonia the partial charge on nitrogen 
is -0.19. The unshared pair of electrons on the nitro- 
gen is accordingly more available to an electron 
acceptor than the unshared pair on the phosphorus. 
This is not necessarily the complete explanation as the 
electron pairs under discussion are in different principal 
quantum levels and steric effects are sometimes very 
significant (10). However, it gives a helpful viewpoint. 
This effect of partial charge is reflected in the relative 
stabilities of ammonium and phosphonium compounds. 
In the ammonium ion, the nitrogen atom still retains 
a small negative charge, -0.03. In the phosphonium 
ion, however, both the phosphorus and the hydrogen 
atoms are positively charged, P, 0.25, and H, 0.19, 
which results in a much weaker bond that readily 
dissociates. The substitution of more electronegative 
atoms than hydrogen makes the unshared electrons less 
available. Thus NFa, in which the partial charge on N 
is 0.25, is not an electron donor. Neither is the 
perfluoro derivative of trimethylamine, N(CF&, in 
which the charge on N is 0.17. 

Oxides and Halides. The relative strengths of acids 
and bases are the result of a complex interaction of 
factors among which are electronegativities, hydration 
energies, steric relationships, and internuclear dis- 
tances. I t  is of interest, therefore, that a rough rela- 
tionship between electronegativities of oxides and their 
acidic, amphoteric, or basic properties can be demon- 
strated as in Table 3. Water itself is fairly high in 
electronegativity (4.04), bnt it can act as electron 
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TABLE 3 tronegativity may be expected to combine with a 
Electronegativities (SR's) of Some Oxides binary halide of relatively low electronegativity if 

coordination factors are favorable. For example, 
N a O  1.37 H1O 4.04 Aa08 4.64 
CaO 2.52 Bn01 4.08 COI 4.68 even though the octets about Sn and C1 in t,he 
MgO 2.85 SiOl 4.14 AsrO~a 4.80 stannic chloride molecule are presumably complete 
Ag,O 3.02 G a 0 1  4.30 SO1 4.82 
Be0 3.12 PbOa 4.36 

and the effective atomic numbers of inert elements are 
Se01 4.86 

A120r 3.47 SnOl 4.38 SOs 4.91 achieved, the molecule retains relatively high eleetro- 
CdO 3.67 P,O,O 4.59 SeOs 4.95 negativity, 4.50, with a charge of 0.46 on Sn. Since 
ZnO 3.84 GeOz 4.60 NIOa 4.99 
Ti03 3.95 Te02 4.61 CllOl 5.15 orbitals are available about the Sn atom, two chloride 
SnO 4.02 ions, of electronegativity 1.08, are readily coordinated 

to form the stable hexachlorostannate ion, SnCls--. 
Here the electronegativity has been reduced to 3.60 and 

donor since the unshared electrons of the oxygen are the partial charge on Sn to 0.17. 
more available due to the relatively high partial nega- Acid Strength. Hydrogen acids may be considered 
tive charge of -0.30. It will be observed that oxides to be coordination com~ounds. The nucleus in these 
are predominantly or exclusively basic if their elec- 
troneeativities are below about 3. At this value. 
acidi;properties begin to show, and up to  the valui 
for water, the oxides become increasingly amphoteric. 
Oxides having values greater than that of water are 
predominantly acidic, and increasingly so with in- 
creasing electronegativity. Oxides of the larger atoms, 
however, may also show some basic properties even 
when the electronegativities are high. This may be 
explained as a result of a greater ease of separation into 
ions where the internuclear distance is greater, even 
when the polar character of the bond may be less. 

The change from basicity toward acidity with in- 
creasing positive oxidation state may be illustrated by 
oxides of manganese. Using the uncertain value of 
3.15 for the SR of Mn, the values for amphoteric MnO, 
almost wholly acidic MnOz, and strongly acidic MnlOl 
are 4.05, 4.40, and 4.65. The corresponding partial 
charge on oxygen in the isolated molecules is -0.29, 
-0.20, and -0.16. 

The combination of an acidic oxide with a basic oxide 
to form a salt may be described as the oxidation of the 
latter by the former, the acidic oxide having initially 
a higher electronegativity. The stability of the salt so 
formed will depend on the electronegativity difference 
between the oxides, and also, of course, on the state of 
oxidation or reduction of the individual elements. 

The combination of simple binary halides to  form 
complex halides is closely analogous to the combination 
of oxides. A binary halide of relatively high elec- 

L 0 

2.5 3.0 3.5 4.0 
SR* - 

rims 2. Relation of Acid Strrn*h to El.+ne.ati.itg ol Acid Anion 

compounds is the hydrogen ion, which has a coordina- 
tion number, in terms of coordination bonds, of one. 
An acid is then merely a coordination complex composed 
of one anion attached to one hydrogen ion. If the 
complex is relatively unstable in water solution, the 
acid is strong, and vice versa. Since the electron 
acceptor is the same for all these acids, the acid strength 
must depend on the donor. To the extent that other 
factors can be equalized or neglected, the more electro- 
negative the anion the stronger the acid, because the 
more electronegative the anion, the less readily will i t  
act as electron donor, forming a coordinate bond with 
the proton. There is no way in which other factors 
can be eliminated and as yet no way of taking them into 
account quantitatively. However, they can be con- 
sidered partly equalized in a series of acids in each of 
which the acid proton becomes attached to oxygen. 
The relationship of electronegativity of the anion to 
acid strength for such a series is shown in Figure 2. It 
will be noted that although far from perfect, the trend of 
increasing acid strength with increasing anion electro- 
negativity is unmistakable. It is especially interesting 
to note that all the oxygen arids which havevery low or 
negative pk values, and none of the other oxygen acids, 
have anion electronegativities greater than the ~vater 
molecule. In  other words, perchloric, chloric, nitric, 
and sulfuric acids are very strong acids in aqueous 
solution apparently because their anions are poorer 
electron donors than water molecules-e.g., hydronium 
ion is a stronger comples than HC10,. In agreement 
with this observation is the fact that perchlorate and 
nitrate ions show little or no tendency to form com- 
plexes with any cations. The essential validity of the 
electronegativity values for the oxygen-containing 
anions appears to be supported by these data. 

A series of acids which, although organic, illustrate 
the trend with a minimum of complicating factors, is 
composed of acetic acid and its halogenated derivatives. 
These are listed in Table 4. 

In the nonoxygen acids, such as the hydrogen com- 
pounds of elements of Groups VI-A and VII-A, the 
atoms to  which hydrogen becomes attached are all 
different, and other factors, such as internuclear 
distances and principal quantum level of electrons, 
become much more important. The anions of all these 
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B(CH,), have a coordination bond which is much 
TABLE 4 weaker with substitution of the first methyl group for 

Effect of Anion Electronegativit~ on Acid Strength fluorine, and continues by smaller decrements to 
Charge on 0, become weaker with each successive methyl substitu- 

Acid SR, Anion Anion pk tion. Although steric factors may also be involved, 
CHGOOH 3.53 -0.42 4.745 this observation is entirely consistent with the electro- 
CHICICOOH 3.72 -0.38 2.818 negativity values of these molecules and the charge on 
CHCICOOH 3.91 -0.33 
CClsCOOH 4.13 -0.27 0 the acceptor atom, as shown in Table 5. 
CFCOOH 4.42 -0.20 Neg. 

acids are fairly low in electronegativity, yet the complex 
with the proton seems quite weak, especially in HI, 
HBr. and HC1. 

~kative Stabilities of Acids and Their Salts. It is 
well known that in general, salts are much more stable 
than the free acids. The relative stabilities of free 
oxygenated acids and their salts are readily explained in 
terms of electronegativity. A free acid is a combina- 
tion of hydrogen oxide (water) with a more electronega- 
tive oxide. Its salt is usually the combination of the 
same more electronegative oxide with an oxide less 
elertronegative than water, givine; much stronger inter- 
action. If the latter oxide is not much less elertro- 
negative than water, the resultant salt may be relatively 
unstable. 

Similarly, other complex acids are much less stable 
than their salts. For example, HCl of SR 4.19 is more 
electronegative than AlCI, of SR 3.91. Since any co- 
ordination of the two molerules must involve the A1 
atom as acceptor and a chlorine atom as donor, no 
stable complex acid, HAlCla, is expected. A chloride 
ion, however, with its unit negative charge and its SR 
of 1.08, is a much more effective electron donor than the 
chlorine atom of HC1. Accordinglv, AlCl, readily 
coordinates with C1- to form the stable complex ion, 
AICla-. AlCla therefore forms stable salts with 
chlorides of the more active metals. Likewise, neither 
fluoboric acid, HBF4, nor fluosilicic arid, H2SiF6, are 
formed directly from H F  and BFs or SiF4. HF, with 
SR 4.52, would have only slight tendency to act as 
electron donor to  BF3 (4.82) or SiF4 (4.92). However, 
fluoride ion, with SR 1.59 and unit negative charge, is 
a much better electron donor than HF, and very stable 
complex salts containing BF4- and SiF6-- can be 
formed. 

Addztion Compounds. Of the same general Lewis 
acid-base type of reaction as those discussed above are 
the reactions of electron acceptors like BFa with elec- 
tron donors like NHa to form addition com~ounds like 
BF3:NHa. It has been demonstrated by Brown and 
his ro-workers (10) that the stability of such coordina- 
tion bonds is often strongly influenced by steric factors, 
which help explain many otherwise anomalous facts. 
Aside from such factors, the general principles listed a t  
the beginning of this section apply. Thus BF,, of SR 
4.82 and partial charge on B of 0.67, is a stronger 
acceptor than BCl,, of SR 4.29 and charge on B of 0.49. 

It has been reported (11) that the compounds with 
N(CH& formed by BF3, BFzCH8, BF(CH&, and 

TABLE 5 
Electroneaativitv Difference and Stabilitv of Addition - 

Compounds 

(Coordination with N(CH8)a. SR 3.66) 

Coordination of a water molecule or hydroxide ion to 
a central atom of a molecule is often considered an 
essential preliminary to  hydrolysis. This would ex- 
plain, for example, the failure of such "coordinatively 
saturated" molecules as CCla and SF6 to  hydrolyze. 
The rate of hydrolysis of otherwise similar molecules 
might therefore be expected to  be related to the 
ability of these molecules to  add water. Burg (12) has 
noted that the order of decreasing hydrolysis rate is 
POFB, PSFa, PSFzBr, and PSFBr2. He suggests in- 
creasing steric hindrance to base coordination as a 
cause. An alternative explanation is apparent from the 
electronegativities and charge on P in these molerules: 
5.06,0.53; 4.83,0.46; 4.60,0.39; and4.38,0.32. 

Complex Ions. Closely related are the problems of 
complex ions, which are considered to be donor- 
acceptor combinations. A study of the assigned elec- 
tronegativity values appears helpful in such problems. 
For example, why do cuprous and argentons ions form 
stable complexes containing only two (or less commonly, 
three) molecules of ammonia, when four molecules 
would provide not only a shared outer octet but also 
the effective atomic number of the next higher inert 
element? A comparison of the electronegativities of 
the different possible complexes suggests a possible 
partial explanation. Argentons ion, Agf, for example, 
has an SR of 4.94 compared to NHs with an SRof 3.76. 
I t  is reasonable that a molecule of ammonia would tend 
to act as electron donor in forming a coordinate bond 
with the argeutous ion. The product, Ag(NH3)+, has 
an SR of 4.05, an appreciable reduction from 4.94, but 
still substantially higher than the value for ammonia. 
The charge on the silver atom has correspondingly been 
reduced from 1.00 to 0.66. The complex with one 
ammonia can form a coordinate bond with a second 
molecule of ammonia, the resultant ion, Ag(NH3)a+, 
having an SR of 3.93, whirh is an appreciable reduction 
from 4.05. The charge on the silver atom has been 
reduced to 0.62. However, the addition of a third 
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Fimre 3. Eledronrgatidtia of Complex Ions. and Chaq .  on Silv-r 

ammonia molecule would only reduce the S R  to 3.87, 
and a fourth to 3.85. The charge on silver would only 
be reduced to 0.60 and 0.59. This suggests that Ag+ 
takes on two ammonia molecules most stably because 
further addition of ammonia would contribute only 
negligibly to its stabilization. 

In a similar manner, it  can be shown that by co- 
ordination with cyanide ion, Ag+ is reduced in SR to 
3.40 by the first, 3.02 by the second, 2.83 by the third, 
and 2.72 by the fourth. One might reasonably expect 
from these data that stable complexes of argentous and 
cuprous ions with two, three, and four cyanide ions 
could exist. Actually, the most stahle complexes are 
of two and three cyanide ions per argentous ion, but 
with cuprous ion the four-cyanide complex is also 
stable. As might be expected, the higher elertro- 
negativity of the Ag++ ion causes its coordination 
number to be characteristically four. Similarly, the 
formation of Cd(NHa)r++ and c o ( N H s ) ~ + ~  may be 
explained. The relationship among coordination 
number, actual charge on central atom, and electro- 
negativity of complex is shown in Figures 3 and 4. No 
claim is intended that these are complete explanations. 

In some complexes, other factors doubtless may be of 
equal or greater importance. These ideas merely 
provide one more possible aid to understanding. 

Stabilizotion of Oxidation States. The concept of 
equalized electronegativity in molecules or complex ions 
may help to explain the nature of oxidation states and 
their stabilization through complex formation. The 
usefulness of oxidation numbers is well established. 
Sometimes, however, there is a tendency to lose sight 
of the artificiality of the concept of oxidation state, to 
fail to recognize that the same formal oxidation state 
may mean entirely different actual conditions of oxida- 
tion in two different molecules. This is well illustrated 
by the charges on phosphorus (V) in PC& and on phos- 
phorus (111) in PFB, which are 0.40 and 0.52. The P 
(111) is actually more oxidized than the P (V). Accord- 
ing to these ideas, the so-called "stabilization of oxida- 
tion states" is usually actually a change in the con- 
dition of the atom with respect to oxidation, to a ron- 
dition of lesser chemical activity, without changing the 
conventionally assigned oxidat,ion number. Thus, for 
example, the cobaltic ion, C O + ~ ,  with its effective 
electronegativity of about 13 undoubtedly reduced by 
hydration, still readily oxidizes water, liberating oxygen. 
When it has become coordinated with six molecules of 
ammonia, however, the oxidation state of plus 3 is still 
assigned to it  although its actual state is indicated by 
the electronegativity of the complex ion, which is only 
4.16, and by the calculated partial chaige on the cobalt 
atom, which is only 0.24 instead of 3.00. On the 
other hand, the cobaltous ion, Co++, is stable toward 
oxidation when not stably complexed, but in com- 
bination with ammonia as Co(NH&++, with elec- 
tronegativity reduced to 4.02 and charge on Co only 
0.20, it  is easily oxidized by air to t,he CO(NH&+~ 
ion. In  its complex with cyanide ion, Co(CN)s-&, the 
electronegativity of the cobalt is so low, 2.99, that it  is 
easily oxidized even by water (4.04) to the "plus 3 
oxidation state" where its electronegativity is still only 
3.24. The strong reducing property of the cobaltous 
cyanide complex is to he expected from the charge cal- 
culated for the cobalt atom, which is -0.13 and changes 
to 0.05 in the Co (111) complex. 

SUMMARY 

The object of this u~ork has been to recognize some 
simple correlating principles leading to improvement in 
the organization and unification of the science of 
inorganic chemistry. 4 method has been developed 
for determining the relative electronegativities of atoms, 
molecules, and ions, and for estimating the partial 
charge on combined atoms. Methods of applying this 
information toward an understanding of ordinary chem- 
ical phenomena have been suggested. 

No one who studies these. problems can fail to appre- 
ciate the wisdom and accuracy of the statement, "It is 
we who are simple, not nature." This very fact, hom- 
ever, requires a compromise between absolute accuracy 
and practical understanding. A complete explanation 
of even the least complex of chemical phenomena would 
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probably be complicated beyond man's comprehension. 
An explanation which is simple and readily under- 
standable is almost certain to be oversimplified. This, 
however, does not prevent its being useful if it is not 
inconsistent with ordinary logic and elementary fact, 
or with basic accepted theory. It is believed that the 
ideas presented in these three papers may be very useful 
in the teaching of inorganic chemistry, especially a t  an 
advanced level. If in some respects they are in- 
adequate, it is hoped that their presentation here will 
stimulate further developments in this field. 
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